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Redox mediators could catalyse otherwise slow and energy-inefficient cycling of Li-S and Li-O2 14 
batteries by shuttling electrons/holes between the electrode and the solid insulating storage 15 
materials. For mediators to work efficiently they need to oxidize the solid with fast kinetics yet 16 
the lowest possible overpotential. Here, we found that when the redox potentials of mediators 17 
are tuned via, e.g., Li+ concentration in the electrolyte, they exhibit distinct threshold potentials, 18 
where the kinetics accelerate several-fold within a range as small as 10 mV. This phenomenon is 19 
independent of types of mediators and electrolyte. The acceleration originates from the 20 
overpotentials required to activate fast Li+/e– extraction and the following chemical step at 21 
specific abundant surface facets. Efficient redox catalysis at insulating solids requires therefore 22 
carefully considering the surface conditions of the storage materials and electrolyte-dependent 23 
redox potentials, which may be tuned by salt concentrations or solvents.  24 
  25 
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Electrochemistry with insulators is salient feature and central difficulty of topical future 26 
battery chemistries such as Li-air (O2), Li-CO2, Li-Sulphur (Li-S) cells1-10. They differ in this respect 27 
from current intercalation-type batteries, which rely on ion (de)insertion to balance charge upon 28 
redox of the mixed-conducting solid host1. The interest in Li-O2, -CO2, and -S cells arises from high 29 
theoretical energies, abundant elements, low cost and environmental friendliness. Li-O2/CO2 cells 30 
interconvert O2 dissolved in the electrolyte into solid, insulating Li2O2 or Li2CO3 during 31 
discharge/charge. Li-S batteries interconvert solid, insulating S8 and Li2S. Kinetic bottleneck during 32 
these processes is charge transfer between electrode and the insulating, insoluble, solid storage 33 
materials, causing high overpotentials and incomplete conversion even at low rates. 34 
Redox catalysis using mediators can bypass those insulators, transporting charge through the 35 
electrolyte phase where ion and electron/hole transport may be facile and may boost charge 36 
transfer kinetics3-5,11-14. Equally important is to approach the cycling potential as close as possible 37 
towards the formal potential of the storage material to maximize energy efficiency and to suppress 38 
parasitic reactions4,5,15-21. Soluble redox mediators (RMs) are, therefore, now accepted to be key to 39 
achieve these goals and have been studied in a wide variety for Li-O2 cells3-5,11-13,18,21-24. First 40 
examples have been reported for S electrochemistry3,25-27. Redox mediation on, for example, 41 
charging involves oxidizing the mediator RMred at the electrode surface to its oxidized form RMox, 42 
its diffusion to the surface of Li2O2 or Li2S, where RMox extracts charge and reforms RMred. Main 43 
requirements for successful redox catalysis include a suitable equilibrium potential of the redox 44 
couple to drive the reaction and fast heterogeneous reaction rates between RM and both electrode 45 
(𝑘0) and storage material. 𝑘0 is sufficiently fast28 and well described by established theories of 46 
electron transfer between redox molecule and metallic conductor29. However, for the rate limiting 47 
electron transfer between RMox and a redox active insulating solid, despite being essential, detailed 48 
descriptors are missing. 49 
Activating this most difficult electron transfer step is the primary goal of redox catalysis on 50 
charging Li-S and Li-O2 batteries, which have important parallels in their charging reactions. The 51 
insulating Li2S and Li2O2 undergo in a first step a one-electron oxidation to form Li polysulfides 52 
(LiPSs) or Li superoxide (LiO2) intermediates. Further oxidation and/or disproportionation 53 
eventually yields the most oxidized forms S8 and O2, respectively10,20,30-32. Reaction kinetics for RMox 54 
and Li2O2 were reported for a range of mediators, typically assuming faster kinetics with higher 55 
mediator potential (driving force)28,33,34. Impacts of solvents have been noted on the redox 56 
potentials of mediators and the Li/Li+ redox couple15,35. For mediated Li2S oxidation, faster 57 
mediated compared to unmediated kinetics were phenomenologically inferred from potentiostatic 58 
titration or galvanostatic cycling25-27. However, quantitative relations between electrolyte-59 
dependent redox potentials of mediators and the kinetics of mediated oxidation of insulating solids 60 
are missing, yet this knowledge is essential for mediated redox catalysis of insulators. 61 
Here, we investigate the kinetics of mediated Li2S and Li2O2 oxidation upon varying the redox 62 
potential of particular mediators by means of Li+ concentration and electrolyte solvent. We find 63 
that the kinetics show distinct threshold potentials, where the kinetics accelerates several-fold 64 
within a voltage range of as little as 10 mV. We show that the thresholds originate from the 65 
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overpotentials to activate fast Li+/e– extraction followed chemical steps. Overpotentials are 66 
different amongst facets and, therefore, thresholds indicate abundant facets. 67 
Results 68 
Thresholds in the potential-dependent kinetics of RMs oxidizing Li2S and Li2O2  69 
Decamethyl ferrocene (DFc) and lithium iodide (LiI) are commonly used RMs for the charging 70 
process in Li-S batteries and Li-O2 batteries, respectively, and thus they are chosen as model RMs 71 
in this work14. Their redox potentials, 𝐸DFc/DFc+ and 𝐸I−/I3−, measured on the AgCl/Ag scale are 72 
nearly independent of Li+ concentration because of the species’ large radii and weak solvation, 73 
while 𝐸Li/Li+  does vary with Li+ concentration following Nernst equation. Hence, 𝐸DFc/DFc+ and 74 𝐸I−/I3− vs Li/Li+ vary with Li+ concentration as shown in Supplementary Fig. 1. 75 
Figure 1 shows the potential-dependent apparent rate constants 𝑘app  of DFc+ and I3– 76 
oxidizing Li2S and Li2O2, respectively. The rate constant for DFc+ oxidizing Li2S (𝑘DFc−Li2Sapp  ) was 77 
measured by following the DFc+ concentration of a solution in contact with Li2S using UV-Vis 78 
spectroscopy (see Methods and Supplementary Figure S2). The rate constant of I3– oxidizing Li2O2 79 
(𝑘I3−−Li2O2app ) was measured using both scanning electrochemical microscopy (SECM) and differential 80 
electrochemical mass spectrometry (DEMS) as detailed in Supplementary Note 1. Given the 81 
complex mechanism with initial oxidation of Li2S or Li2O  followed by further oxidation of the 82 
intermediates or their disproportionation, apparent rate constants embrace all e– transfer steps. In 83 
either case, the rates followed first-order behaviour in RMox concentration. They increase with 84 
increasing mediator equilibrium potential. Surprisingly, however, is that in both cases kinetics 85 
increased sharply by a factor of ~3 to 4.4 over a certain narrow range of equilibrium potentials, 86 
whereas changes were gradual below and above these potentials. They represents a threshold, 87 
where rather slow kinetics at lower potentials switches to much higher levels. 88 
 89 
Fig. 1 | Potential-dependent kinetics of mediated oxidation of Li2S and Li2O2. a, b, The apparent reaction rate 90 
constants (𝑘app ) of as a function of the equilibrium potentials of the mediators. a, 𝑘DFc−Li2Sapp  of decamethyl 91 
ferrocene (DFc+) oxidizing Li2S with the equilibrium potentials (𝐸DFc/DFc+ ) tuned by the Li+ concentration as 92 
indicated. The electrolyte was DME containing LiTFSI. The ordinate on the top indicates the overpotential relative 93 
to Li2S/Li2S2. b, Equivalent data for I3– oxidizing Li2O2 (𝑘I3−−Li2O2app ) with various 𝐸I−/I3− in DMSO electrolyte containing 94 
LiTFSI. Thresholds were identified at 2.995 V and 3.56 V vs. Li+/Li, respectively. 95 
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For DFc+ oxidizing Li2S, this distinct threshold was at ~2.995 V vs. Li/Li+ in 1,2-dimethoxyethane 96 
(DME), Fig. 1a. When the Li+ concentration decreased from 0.15 M to 0.1 M, 𝐸DFc/DFc+ only 97 
slightly increased by 8 mV to 2.998 V, while 𝑘DFc−Li2Sapp   was boosted 4.4-fold from 0.0023 to 98 
0.0102 s–1. This threshold corresponds to an overpotential of ~0.72 V versus the equilibrium 99 
potential of the Li2S/Li2S2 redox couple, the relevant reaction for the first electron transfer step. As 100 
a multi-step reaction, the reaction mechanism of Li2S oxidation is complicated and forms as a first 101 
step partly soluble Li2S2 species as intermediate, which then over a series of 102 
oxidation/disproportionation steps eventually forms S8. Therefore, the apparent kinetics could be 103 
dominated by the oxidation of either solid Li2S or soluble polysulfides. To identify the rate-104 
determining step, DFc+ solutions in DME were separately added to two cuvettes with solid Li2S and 105 
Li polysulfide dissolved in DME. The UV-vis spectra of both solutions were recorded after reacting 106 
for 150 s. As shown in Supplementary Fig. 3, DFc+ was completely consumed in the reaction with 107 
polysulphides, but only partly with Li2S, which indicates that the reaction of DFc+ oxidizing solid 108 
Li2S is slower than oxidizing polysulfides and thus the former is the rate-determining step. 109 
Therefore, the threshold of 𝐸DFc/DFc+ at 2.995 V in Fig. 1a is associated with the reaction of DFc+ 110 
oxidizing solid Li2S instead of oxidizing soluble polysulfides. 111 
Turning to I3– oxidizing Li2O2, a similar threshold was found around 3.56 V vs. Li+/Li (between 112 
0.05 and 0.01 M Li+), where the kinetics is accelerated 3-fold over only 17 mV. Our previous work 113 
has shown that, again, the first electron extraction to form a superoxide is the rate determining 114 
step20 and, therefore, the threshold of ~3.56 V in Fig. 1b is associated with I3– oxidizing solid Li2O2. 115 
Factors governing the thresholds 116 
These astonishing but unambiguous thresholds of 𝐸RMred/RMox at 2.995 V for Li2S and 3.56 117 
V for Li2O2 could originate from many factors such as electrolytes, type of RM, or surface properties 118 
of Li2S and Li2O2. We focus further on Li2O2 oxidation. Given that Li+ is not involved in the I3–/I– 119 
redox couple, 𝐸I−/I3− relies on the Li+ activity (𝑎Li+) in the electrolyte as detailed in Supplementary 120 
Note 2. It can be manipulated either by directly changing the Li+ concentration in a given solvent 121 
or by changing the solvation ability of the electrolyte35, which changes the activity coefficient (γ) 122 
and 𝑎Li+. To prove this, a dimethyl sulfoxide (DMSO)/DME mixture electrolyte with various ratios 123 
of DMSO/DME and constant 10 mM Li+ was used to change the solvation of Li+ and thus to 124 
manipulate 𝐸I−/I3− (Supplementary Fig. 4). Figure 2a compares the resulting apparent kinetics 125 
versus 𝐸I−/I3− with those obtained with varying Li+ concentrations in pure DMSO. Although tuned 126 
differently, an analogous step-change in kinetics at 3.56 V resulted. For example, 10 mM Li+ in 127 
DMSO yielded a potential beyond the threshold and fast kinetics while increasing DME raised Li+ 128 
activity and lowered the potential below the threshold. As the extreme, I3– in contact with Li2O2 in 129 
pure DME evolved almost no O2, Supplementary Fig. 5. Changing kinetics is, hence, not simply 130 
arising from the solvent or Li+ concentration, but rather from 𝑎Li+  and in turn the potential on 131 




Figure 2 | Potential-dependent kinetics of Li2O2 oxidation in various systems. a, I3–/I– in DMSO and DMSO/DME 134 
mixtures with various ratios; b, TEMPO+/TEMPO in tetraglyme electrolytes with various Li+ concentrations. The 135 
dashed lines indicate the threshold potentials. c, rate constants 𝑘I3−−Li2O2app  for oxidizing crystalline Li2O2 (blue) and 136 
amorphous Li2O2 (green) in DMSO solution with various Li+ concentrations. 137 
 138 
To further prove the threshold to be linked to redox potential rather than the particular RM, 139 
the same experiments were carried out with 2,2,6,6-tetramethyl-1-piperidinyloxy (TEMPO) and 140 
tetraethylene glycol dimethyl ether (tetraglyme) to substitute for LiI and DMSO. Both TEMPO and 141 
tetraglyme have been extensively employed in the Li-O2 batteries18,19. O2 evolving from TEMPO+ in 142 
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contact with Li2O2 is shown in Supplementary Fig. 6 and the apparent kinetics in Fig. 2b, again 143 
compared to the I3–/DMSO data. From 3.25 M to 4 M Li+, 𝐸TEMPO/TEMPO+ varied from 3.58 V to 3.52 144 
V, covering the previously determined threshold. Again, a similar step-change increasing kinetics 145 
5-fold appeared at ~3.56 V. This result verifies the threshold to be independent of the type of RM 146 
or solvent. We show in Supplementary Note 3 that thresholds do not stem from impurities. 147 
Together with a similar threshold for Li2S oxidation at a different overpotential, we conclude that 148 
the thresholds are linked to the intrinsic surface properties of solid Li2O2 or Li2S such as crystal 149 
facets.  150 
The impact of facets 151 
We hypothesize that the exposed facets of solid Li2O2 determine the charge transfer kinetics 152 
given the reaction takes place at the surface where certain crystal facets are preferentially exposed. 153 
To confirm the impact of facets, we measured the potential-dependent kinetics of I3– oxidizing 154 
amorphous Li2O2 that lacks dominant facets and therefore should likely not show thresholds. 155 
Amorphous Li2O2 was synthesized as described earlier and its amorphous state confirmed by XRD, 156 
Supplementary Fig. 736. Apparent kinetics 𝑘I3−−Li2O2app  is compared with the data from crystalline 157 
Li2O2 in Fig. 2c and shows no sudden acceleration at 3.56 V, confirming the threshold at 3.56 V to 158 
be associated with specific abundant facets of crystalline Li2O2.  159 
To identify the exposed facets, the crystalline Li2O2 was examined with selected area electron 160 
diffraction (SAED) in the transmission electron microscope (TEM). The SAED pattern taken down 161 
the [1120] zone axis, Supplementary Fig. 8b, is well indexed to Li2O2 (P63/mmc). The elongated 162 
particle extends in [0001] direction with the (1120) facet dominating the surface followed (0001), 163 
Supplementary Fig. 8a. Given that these facets dominate the surface of the Li2O2 crystallites, their 164 
properties should predominantly govern the kinetics. 165 
Thresholds for (𝟏𝟏𝟐𝟎) and (0001) facets 166 
We further explored the chemistry underpinning the threshold potential for Li2O2 oxidation 167 
using density functional theory (DFT) calculations. Particularly, we determined the overpotentials 168 
needed to oxidize the dominating facets, in turn rationalizing the threshold potential to activate 169 
fast oxidation pathways. We go beyond previous DFT work modelling Li2O2 oxidation, which only 170 
allowed for full removals of the stoichiometric formula via electrochemical steps37-40. I.e., two Li+ 171 
and one O2 via either −Li+, −O2, −Li+ or −Li+, −Li+, −O2. However, recent experimental work 172 
highlighted the dominance of superoxide disproportionation as the O2 evolving step in general and 173 
for the formation of the highly reactive singlet oxygen (1O2) in particular17,20,31,41,42. We therefore 174 
explicitly allow for disproportionation as well. To do so, we did not limit the charging process to a 175 
stoichiometric formula (i.e. two Li+ per O2), but allow for more than two Li+ ions to be removed 176 
before O2 evolves. 177 
Using the computational procedure detailed in the Methods, we calculated the reaction 178 
energy for each intermediate reaction step. Steps are either electrochemical to desorb Li (one 179 
electron and one Li+) or chemical to desorb O2. After each Li removal, the system relaxed to 180 
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equilibrium with the remaining atoms reorganizing, releasing the reorganization energy ∆𝐸reorg𝑗  181 
in the jth step and the entire slab assuming a new total energy ∆𝐸𝑗 . Li is removed from the Li2O2 182 
surface one after another with the assistance of an overpotential 𝜂. The energy ∆𝐸𝑐𝑗 required to 183 
desorb O2 chemically after removing j Li indicates the ease of the overall process to desorb j Li and 184 
one O2. At least two Li need to desorb before any O–O moiety could become superoxide-like. Hence, 185 
O2 desorbing after two Li would refer to direct oxidation of a peroxide moiety to O2. O2 desorbing 186 
after removing four or more Li would refer to disproportionation, leaving behind a Li-deficient Li2-187 
xO2 surface.  188 
We examined the dominant (1120) and (0001) facets whose structures are shown in Fig. 3a,d. 189 
The structural unit with the O–O dimer surrounded by six Li atoms is shown in Supplementary Fig. 190 
9. Figures 3b,e give the relaxed energy ∆𝐸𝑗  after the jth Li removal for four overpotentials up to 191 
the minimum overpotential required for up to seven Li removals to become smaller or equal to 192 
zero. This number resulted from the number required for the relaxed bond length of one O–O 193 
moiety to approach 1.23 Å as found in molecular O2, Fig. 3c. This number also coincides with ∆𝐸𝑐𝑗 194 
becoming lower than 0.2 eV, which is easily overcome thermally, Fig. 3f. 195 
 196 
Fig. 3 | The surface structures and energy profiles during oxidation of specific Li2O2 facets. a,b, The surface 197 
structure of the (1120) facet including the succession of the lowest energy Li extractions (a) and the energy profiles 198 
during these Li removals under various overpotentials (η). d,e, Equivalent surface structure and energy profiles for 199 
the (0001) facet. c, The evolution of O–O bond lengths of the central O–O moiety in these facets upon Li removal. 200 
f, The evolution of the chemical energy required to desorb molecular O2 after at least two Li extractions. 201 
We consider first the (1120 ) facet. With losing three Li, the O–O bond length gradually 202 
shortened from 1.54 Å to 1.3 Å (indicating superoxide), Fig. 3c. After four Li removed, formally two 203 
adjacent superoxides exist at the surface as also seen in the Bader charge, Supplementary Fig. 10b. 204 
Since the O2 desorption energy is with 0.6 eV still significant, spontaneous O2 desorption appears 205 
unlikely. However, after removing six to seven Li, the relaxed O–O bond length is close to the 1.23 Å 206 
of molecular O2, Fig. 3c, which is no longer strongly chemically bonded, Fig. 3f. Importantly, this 207 
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process can be interpreted as disproportionation. As indicated by the Bader charge after removing 208 
beyond four Li, one of the two superoxide-like O–O moieties attracts the electron from the nearby 209 
one and redistributes the remaining electrons on the surface between the neighbouring O–O 210 
moieties. The redistribution is equally seen in the O–O bond lengths; while it decreases continually 211 
for the central moiety, the neighbouring ones remain close to the lengths of initial peroxide, 212 
Supplementary Fig. 10. This surface disproportionation leaves behind a Li-deficient Li2O2 surface 213 
and an easily released O2 molecule.  214 
Figure 3b shows the corresponding reaction energy profiles for the electrochemical steps at 215 
various overpotentials. A minimum overpotential of 0.54 V is required to make the process all the 216 
way to seven Li removals energy-downhill, where O2 is released most easily. Lower overpotentials 217 
mean higher energy barriers for O2 release, which is associated with low rates. Consequently, the 218 
0.54 V are the overpotential required to activate an overall fast oxidation/O2 release pathway at 219 
the (1120) facet. Given this facet to dominate, this overpotential accelerates the decomposition 220 
of Li2O2. This calculation result agrees well with the threshold overpotential of 0.60 V identified in 221 
experiments. 222 
Turning to the (0001) facet, Fig. 3c, the O–O moiety is surrounded by six Li atoms. The energy 223 
profiles, the O–O bond length, and Bader charge of this process are shown in Fig. 3c,e,f and 224 
Supplementary Fig. 10. Since the (0001) facet is Li deficient, the O–O moiety is already closer to a 225 
superoxide in terms of initial O–O bond length and Bader charge. According to these measures, 226 
the central O–O moiety becomes superoxide-like and isolated O2 after losing two Li and six Li, 227 
respectively. Charge redistribution is again seen by the bond length of surrounding O–O moieties 228 
remaining close to the initial value, Supplementary Fig. 11. An overpotential of 0.78 V is required 229 
to make the energy profile downhill for the entire process to take place spontaneously (Fig. 3d). 230 
This predicts a second threshold at 0.78 V (or 3.74 V vs Li/Li+) where RMox oxidizing Li2O2 is expected 231 
to accelerate further.  232 
To confirm this hypothesis and to identify the second threshold experimentally, TEMPO was 233 
used as the RM in TEGDME where we could manipulate 𝐸TEMPO/TEMPO+ to above 3.7 V. Figure 4 234 
shows the measured rate constant over the full voltage range. The first threshold is followed by a 235 
gradual increase up to ~3.7 V, where another steep acceleration followed with kinetics doubling. 236 
This increase is centred around 3.74 V or an overpotential of 0.78 V and hence matches perfectly 237 




Fig. 4 | Potential-dependent kinetics of TEMPO+ oxidizing Li2O2 in tetraglyme over a wide range of 240 𝑬𝐓𝐄𝐌𝐏𝐎/𝐓𝐄𝐌𝐏𝐎+. a,b, TEMPO+/TEMPO in tetraglyme electrolytes with various Li+ concentrations from 0.1 M to 4 M 241 
(a) and 0.01 M to 0.1 M (b), where the kinetics decreases after passing a maximum. The dashed lines at 3.56 V and 242 
3.74 V indicate the thresholds of TEMPO+ oxidizing Li2O2.  243 
 244 
Correctly predicting the two thresholds strongly supports the facet-dependent reaction 245 
pathways during mediated oxidation of Li2O2. To better understand the difference between these 246 
two facets, it is helpful to consider the reorganization energy ∆𝐸reorg𝑗  shown in Supplementary 247 
Fig. 10c. For (0001 ), the reorganization energy is ≈–0.4 V throughout, which arises from the 248 
symmetric structure of this facet. For (1120) in contrast, reorganization energies are ≈–0.9 V after 249 
the 4th and 5th step, where O–O bond length and Bader charger remain nearly constant. The weaker 250 
binding of the O–O moieties allows for large spatial reorganization and charge redistribution, which 251 
facilitates disproportionation. 252 
Figure 4b not only shows the two thresholds rationalized by the facet-depending oxidation, 253 
but also decreasing kinetics beyond ≈3.77 V. Such behaviour is reminiscent of recently shown 254 
Marcus inverted region behaviour of peroxide oxidation with different RMs spanning a wide range 255 
of redox potentials20. Here, we see similar behaviour when the potential of a single RM was tuned 256 
using the Li+ concentration. Marcus theory explains such decreasing kinetics despite increasing 257 
driving force by the overlap of discrete energy levels in the acceptor and donor43,44. A key descriptor 258 
herein is the total reorganization energy between initial and product states. Next to the 259 
reorganization energy of the Li2O2 slab as discussed above (Supplementary Fig. 10), it also accounts 260 
for the reorganization of the RM and the solvation shell of both reaction partners. Given the 261 
complicated multi-step delithiation process until eventual O2 release, rigorous treatment following 262 
Marcus theory is beyond the scope of the work, but we suggest that the underlying ideas explain 263 
the decreasing kinetics observed here. Overall, the two thresholds and the observed maximum 264 
establish target potentials for maximum rates. 265 
 266 
Accelerated kinetics in operation 267 
To test the impact of the potential thresholds on batteries, we charged electrodes preloaded 268 
with commercial Li2O2 using 10 mM TBAI in DMSO containing 1 M or 0.05 M LiTFSI, where the 269 
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I−/I3− couple operates below/above the threshold potential. These Li+ concentrations provide in 270 
either case sufficient conductivity. If anything, the somewhat lower conductivity of the 0.05 M 271 
(higher potential) electrolyte would lessen the effect of accelerated kinetics. Cells were charged 272 
using linear sweep voltammetry and O2 evolution followed by DEMS, Fig. 5. Cells without RM 273 
served as base case for direct electrooxidization of Li2O2, Supplementary Fig. 12. Given that above 274 
3.6 V I3− is further oxidized to I2, only the O2 evolution below 3.6 V (indicated by the shaded region) 275 
is taken to judge kinetics. I– in 1 M Li+ electrolyte roughly doubled the O2 yield compared to absence 276 
of the mediator (Fig. 5b, Supplementary Fig. 12b). Lifting 𝐸I−/I3− above the threshold with 0.05 M 277 
Li+ raised the O2 yield by as much as 5-fold (Fig. 5a), confirming strongly boosted mediated kinetics 278 
above the identified threshold.  279 
 280 
Fig. 5 | In-situ DEMS during mediated charging. a, b, Composite electrodes containing commercial Li2O2 (C–Li2O2) 281 
and (c)(d) electrochemical-formed Li2O2 (EC–Li2O2) were charged in DMSO with 10 mM TBAI and the indicated Li+ 282 
concentrations. 0.05 M and 1 M Li+ place 𝐸I−/I3− above/below the threshold potential, respectively. The sweep 283 
rate was 0.05 mV/s. The shaded regions represent the O2 evolution by the I3–/I– redox couple below 3.6 V. 284 
 285 
Electrochemically formed Li2O2 may expose dominant facets to different extend than 286 
chemically formed (commercial) Li2O2. We therefore did the same experiments except for forming 287 
the Li2O2 by discharging the electrodes in DMSO electrolyte, Fig. 5c,d and Supplementary Fig. 12c,d. 288 
At low mediator potential (1 M Li+), the O2 yield doubled against the control without RM while it 289 
was boosted more than 5-fold at a high mediator potential (0.05 M Li+). Analogous results in cells 290 
using chemically and electrochemically formed Li2O2 are all in accord with boosted kinetics beyond 291 
the threshold that is related with the dominant (1120) facet. 292 
The effect is further confirmed using galvanostatic cycling of cells with the same I– containing 293 
electrolytes, Supplementary Fig. 13. In line with above results, the charging overpotential with 294 
lower Li+ concentration (higher 𝐸I−/I3− ) is lower than that with the high Li+ concentration. The 295 
charging plateau is with ~3.6 V only slightly above the threshold of 3.56 V. The higher oxidation 296 
rate constant allows a smaller overpotential being sufficient to produce a RMox concentration 297 
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capable of oxidizing Li2O2 at the applied current. This threshold or switch-on effect with I– only 298 
takes 𝐸I−/I3−  to grow by 10 mV, which we have shown can arise from factors such as Li+ 299 
concentration and type of solvents. Therefore, unintentionally positioning 𝐸I−/I3− below or above 300 
the threshold may explain some contradictory conclusions and debates about the capability of I3– 301 
oxidizing Li2O2 during the charging process in literature35,45, which span from highly active to nearly 302 
inactive. 303 
Conclusions 304 
In summary, we have shown that the kinetics of mediators oxidizing insulating solids such as 305 
Li2S, and Li2O2 show distinct potential thresholds, where reaction kinetics accelerate several-fold. 306 
The step in kinetics happens over a potential change of as little as 10 mV. For mediated Li2S 307 
oxidation, at threshold at 2.99 V (vs Li+/Li) was found, where kinetics accelerated 4.4-fold. For Li2O2, 308 
kinetics increased several-fold at thresholds at 3.56 V and 3.74 V. This phenomenon is independent 309 
of the RM and the types of electrolyte. To clarify the origin, we determined the dominant crystal 310 
facets of Li2O2 and examined with DFT the oxidation of the dominant (1120) and (0001) facets. 311 
Theoretical overpotentials to activate fast Li+/e– extraction followed by O2 release via 312 
disproportionation are different at these facets and match the experimentally determined 313 
threshold potentials. Disproportionation as the O2 releasing step requires charge redistribution 314 
between adjacent, increasingly Li-deficient O–O moieties at the peroxide surface. Facets where 315 
these can move more easily such as the (1120) experience larger stabilization by reorganization 316 
and tend to be oxidized at lower overpotential. 317 
For mediated oxidation to be fastest, the mediator should exceed the threshold potentials of 318 
dominant facets. Adjusting the potential and boosting rate capability may be as simple as reducing 319 
the Li+ concertation as long as ionic conductivity remains sufficient. The results resolve 320 
contradictory conclusions in the literature about the ability of the I3-/I- redox couple to oxidize Li2O2. 321 
We give a rational for the most effective use of RMs to oxidize insulating active materials such as 322 
those in metal-sulfur, metal-air, or metal-CO2 batteries. The properties and abundance of individual 323 
facets of the solid product determine required RM potentials for maximum charging rates.  324 
 325 
Methods 326 
Materials and syntheses. Chemicals were from Sigma Aldrich and used without further 327 
purification. Lithium Superionic Conductor (LiSICON) was from Ohara. Gas diffusion layer (GDL) 328 
electrodes (Freudenberg, H2315) were from Quintech. DMSO was distilled under vacuum and DME was 329 
distilled under argon. All the solvents were further dried for several days with activated type 4Å 330 
molecular sieves in an Ar-filled glove box. The molecular sieves (Aladdin) were first washed with ethanol, 331 
dried in the furnace at 550 oC for 5 hours, and then placed in a drying tube and further dried at 300 oC 332 
with a Büchi oven under vacuum for 24 h and  transferred into an Ar-filled glovebox without exposure 333 
to air. The final water content of the DMSO and DME after drying was < 4 ppm (determined using a 334 
Mettler Toledo Karl Fischer titrator). Bistrifluoromethanesulfonimide lithium (LiTFSI) was dried under 335 
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vacuum for 24 h at 120 oC. TEMPO+ was prepared by electrolysis in a glass H-cell with a carbon paper 336 
working electrode, a commercial AgCl/Ag-acetonitrile reference electrode, and a graphite rod counter 337 
electrode. The working and counter electrode were separated with a sintered glass frit. 20 mM TEMPO 338 
in 0.1 M LiTFSI/tetraglyme served as anolyte at the working electrode and 0.1 M LiTFSI-tetraglyme 339 
served as catholyte at the counter electrode. Both electrolytes were stirrd. Firstly, the redox potential 340 
of TEMPO+/TEMPO was determined by using cyclic voltammetry (CV) using an electrochemical 341 
workstation (VMP3, Biologic, France) with a planar glassy carbon disc electrode (diameter 3mm). Then 342 
the carbon paper working electrode was held at 400 mV positive to the redox potential of TEMPO to 343 
obtain TEMPO+. Finally, the concentration of TEMPO+ was determined using CV and found to be around 344 
8 mM.  345 
Amorphous Li2O2 was synthesized via a rapid disproportionation reaction of tetramethyl-346 
ammonium superoxide (TMAO2) and LiClO4 in acetonitrile in an Ar-filled glove box as described 347 
previously1. TMAO2 was prepared according to the solid reaction: [(Me4N)OH]·H2O + 3 KO2 → 348 
(Me4N)O2 + 3/2 O2 + 3 KOH. Briefly, 10.9 g [(Me4N)OH]·H2O and 35 g KO2 (5-fold excess (Me4N)OH]·H2O) 349 
were ground separately in mortars to fine powders in an Ar-filled glove box and then transferred to a 350 
500 mL round-bottom flask with 20 g of 3 mm-diameter glass beads. The mixture was stirred with an 351 
overhead stirrer in the glovebox for a week. Finally, the mixture was transferred into a Soxhlet extractor 352 
and TMAO2 was extracted using liquid ammonia. 2.3 g TMAO2 was obtained and sealed under vacuum 353 
prior to transfer to the glovebox. 354 
Characterizations. For the surface characterizations, the Li2O2 disk was immersed in DMSO for 10 355 
minutes for TOF-SIMS experiments. Both a pristine disk and a treated disk were characterized with TOF-356 
SIMS 5-100 (ION-TOF GmbH). X-ray diffraction (XRD) was carried out in an air-tight holder with a low-357 
background Si substrate at a Bruker D4 X-ray diffractometer (Bruker, Germany) with Ni-filtered Cu Kα 358 
radiation (40 kV, 40 mA). The morphology of commercial Li2O2 was characterized by TEM (JEOL JEM 359 
2100).  360 
The kinetics of DFc+ oxidizing Li2S is measured by using UV-vis spectroscopy. The DFc+ solution was 361 
prepared by electrolysis of 10 mM DFc in 0.1 M LiTFSI/DME in a homemade H-type cell with a piece of 362 
LiSICON solid state electrolyte to separate the catholyte and anolyte and a carbon paper working 363 
electrode and a Li  counter electrode. The final concentration of DFc+ was determined using CV. 3mL 364 
of solution containing a known concentration of DFc+ was injected to an air–tight cuvette containing 10 365 
mg of Li2S under stirring in an Ar-filled glovebox. After reaction with several minutes, the suspension is 366 
centrifuged briefly and the UV-vis spectra of the clear solution was recorded. The remaining 367 
concentrations of DFc+ after reaction were determined form the absorption peak at 780 nm and 368 −ln 𝐴780𝑛𝑚 was plotted versus the reaction time, Supplementary Fig. 2. The rate constant (𝑘DFc−Li2Sapp ) 369 
was obtained from the slope of the data fit as 1st order reaction. The polysulfide solution was prepared 370 
by stirring the S8 powder and Li2S together in DME overnight. Li2S reacted with S8 to form polysulfides. 371 
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The suspension was centrifuged and then the brownish supernatant was collected. The DFc+ solution 372 
was injected into the polysulfide solution and then colour of DFc+ faded out rapidly within 150 s, 373 
Supplementary Fig. 3. 374 
Electrochemical methods. The differential electrochemical mass spectrometry (DEMS) system was 375 
based on a commercial magnet-sector mass spectrometer (Thermo Fischer, Prima BT) and guided by 376 
the requirement to quantify all the gases evolved during the charging process. The DEMS cell was based 377 
on a customized Swagelok-type cell providing air-tightness, as discussed previously2. In the DEMS 378 
experiments of I3– oxidizing Li2O2, 0.8 ml of various solutions containing 4 mM TBAI3 were injected into 379 
a vial containing an excess amount of Li2O2. The evolved O2 was quantified using DEMS. Pure Ar was 380 
used as a carrier gas and the flow rate was typically 1 mL/min. Kinetics measurements are discussed in 381 
Supplementary Note 1. Typically, 9 mg of Li2O2 was used. In the experiment of TBAI3 oxidizing LiOH, 382 
Li2CO3, Li formate, and Li acetate, the same experiments were carried out with Li2O2 being replaced by 383 
these compounds. In the experiments of TEMPO+ oxidizing Li2O2, 0.8 ml of 8 mM TEMPO+ in tetraglyme 384 
with various Li+ concentrations between 3.25 M and 4 M Li+ were injected into a vial containing 9 mg 385 
Li2O2 and the O2 evolution was quantified. 386 
In-situ DEMS experiments were carried out with electrodes preloaded with commercial Li2O2 or 387 
electrochemically formed Li2O2 (EC-Li2O2). To load commercial Li2O2, 10 mg Li2O2 were dispersed in 5 ml 388 
of DME by stirring and ultra-sonication. Then 50 μl of the suspension were dropped onto a GDL 389 
electrode (12 mm diam.). The wet electrode is dried under vacuum and the same procedure repeated 390 
several times. The mass loading of Li2O2 was 1 mg cm–2. To load EC-Li2O2, the electrode was discharged 391 
in 1 M LiTFSI tetraglyme electrolyte saturated with O2 to a capacity of 1.16 mAh cm–2 (corresponding to 392 
1 mgLi2O2 cm–2). The electrodes with Li2O2 were charegd using a linear voltage sweep from OCV to 4 V 393 
(vs. Li+/Li) at a sweep rate of 0.05 mV/s. Pure Ar worked as carrier gas at a flow rate of 0.3 ml/min. 394 
Scanning Electrochemical Microscope (SECM) approach curves towards a Li2O2 pellet were 395 
measured with a CHI 900D SECM in an Ar-filled glovebox as described previously3. Li2O2 disks were 396 
obtained by pressing Li2O2 powder with a die set press in an Ar-filled glove box. Disks of 13 mm diameter 397 
and ∼1 mm thickness were prepared and served as substrate. An Au microelectrode (diam. 25 μm, CHI) 398 
served as the SECM probe. Prior to the measurements, the Au tip was polished with a homemade 399 
microelectrode beveller and checked with a microscope. A silver wire reference electrode (RE) and a 400 
platinum counter electrode (CE) were used. The data processing and fitting process were described 401 
elsewhere4. A dimensionless rate constant, κ, was obtained by data fit, which equals to 𝑘app 𝑟0 𝐷 , where 402 
r0 is the radius of tip, D is the diffusion coefficient of redox mediator, and 𝑘app  the apparent 403 
heterogeneous rate constant. 404 𝐸DFc/DFc+  and 𝐸TEMPO/TEMPO+  (vs Li+/Li) in various electrolytes were measured by CV using a 405 
three-electrode configuration using a glassy carbon working electrode and a graphite rod counter 406 
electrode. The piece of partially delithiated Li1-xFePO4 composite electrode inside a glass tube with a frit 407 
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at the end was used as the reference electrode, which provided a constant potential of 3.45 V vs Li+/Li. 408 
The reference electrode was filled with the same electrolyte as the working electrode but without a 409 
redox mediator. Because the I3–/I– redox couple does not show a pair of symmetric redox peaks, 𝐸I−/I3−  410 
in various solvents was calculated from the open-circuit voltage (OCV). A solution containing 10 mM 411 
TBAI3 and 10 mM TBAI was prepared with various concentrations of LiTFSI. The OCV was recorded and 412 
the 𝐸I−/I3−  (vs Li+/Li) can be calculated from 𝐸OCV by the Nernst equation:  413 𝐸OCV = 𝐸I3−/I− + 𝑅𝑇2𝐹 ln 𝐶TBAI3(𝐶TBAI)3                             (S1) 414 
 415 
Cycling performance was measured with homemade Swagelok-type cells assembled in an Ar-filled glove 416 
box. Super P-PTFE (9:1, wt%) was sprayed with a mass loading of 0.5 mg/cm2 on GDL as cathode. The 417 
anode was Li metal. The electrodes were separated by a LiSICON glass to prevent the shuttling and 418 
short-circuit of RMs. The iR drop caused by LiSICON was corrected in the load curves. 10 mM TBAI-419 
DMSO with 0.05 M or 1 M LiTFSI was used as catholyte and 0.5 M LiTFSI-DME as anolyte. The cells were 420 
cycled at a current density of 0.2 mA/cm2 in 1 atm of O2.  421 
Density Functional Theory (DFT) calculations. DFT calculations were conducted within the Vienna Ab-422 
initio Simulation Package (VASP)5,6 The potentials were of the projector plane wave (PAW) type,7 and 423 
the exchange-correlation part of the density functional was treated within the generalized gradient 424 
approximation (GGA) of Perdew–Burke–Ernzerhof (PBE).8 We used plane-wave cutoff energy of 500 425 
eV and 1×1×1 Monkhorst–Pack k-point mesh9 with Gaussian smearing of 0.05 eV 10 to relax the 426 
electronic energies and nuclear degrees of freedom. The electronic structure was optimized within an 427 
error of 10–6 eV/atom and the geometry was optimized to force tolerance of 0.03 eV/Å. The spin-428 
polarization was considered and DFT-D3 method11 with Becke-Jonson damping12 was applied to 429 
describe the van der Walls (vdW) interactions. Procedures of all the calculations were implemented in 430 
the computational platform for battery materials.13  431 
For examining the decomposition mechanisms of Li2O2 on the (1120) facet, a slab supercell (2×2) 432 
with 5 layers containing 160 atoms was constructed from a hexagonal unit cell (a = 3.12 Å, c = 7.56 Å) 433 
and the vacuum slab was set to 20 Å to eliminate the ramped electron interaction between slabs due 434 
to the periodic system. Two layers were fixed to mimic the bulk structure. The path starts with Li+ 435 
removal from the surface structure and ends with O2 evolution, covering both the electrochemical (the 436 
desorption of Li+) and the chemical (the desorption of O2) steps. As long as the process is energy 437 
favorable, the O-O dimer could be removed at any stage and the energy required is shown in 438 
Supplementary Fig. 10. The details will be discussed below. 439 
First, we calculated the redox potential of the bulk Li2O2 decomposition according to the reaction 440 
Li2O2 ⟶ 2Li + O2↑                            (S2) 441 
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The reaction free energy of the above reaction is 442 
∆G = G(Li) + G(O2) – G(Li2O2)                       (S3) 443 
where the Gibbs free energies of Li and Li2O2 are calculated according to 444 𝐺 = 𝐸 + 𝑍𝑃𝐸 + ∆𝐻expt0→298.15𝐾 − 𝑇𝑆expt0→298.15𝐾                (S4) 445 
where the E is the electronic energy obtained from the DFT calculations, ZPE is the zero-point energy, 446 ∆𝐻expt0→298.15𝐾 and 𝑆expt0→298.15𝐾 are the experimental enthalpy and entropy variation from 0 K to 298.15 447 
K, respectively.14 T is 298.15 K. 448 
O2 (1 atm, 298.15 K) was corrected by the following reaction due to the overestimate of the binding 449 
energy by DFT: 450 
Li2O + ½ O2 ⟶ Li2O2                           (S5) 451 
Based on the experimental reaction energy of the above reaction (∆𝐺𝑟expt) and the calculated Gibbs free 452 
energies of Li2O and Li2O2, which are involved in the correction of the zero-point energy and the 453 
experimental enthalpy and entropy,46 we determine the chemical potential of oxygen according to 454 𝜇(O) = 𝐺(Li2O2) − 𝐺(Li2O) − ∆𝐺𝑟expt                   (S6) 455 
Thus, the Gibbs free energy of O2 is 456 𝐺(O2) = 2 𝜇(O) + 𝑍𝑃𝐸 + ∆𝐻expt0→298.15𝐾 − 𝑇𝑆expt0→298.15𝐾             (S7) 457 
where the enthalpy and entropy are referred to as the thermochemical dataset.46 T is 298.15K. Then 458 
the theoretical redox potential (U) can be calculated by: 459 𝑈 = − ∆𝐺 𝑛𝐹⁄                               (S8) 460 
Following the above equations (S2)-(S8), we give the theoretical redox potential of 2.75 V for the bulk 461 
Li2O2 decomposition, close to the reported value in the literature (2.82 V)15. 462 
After obtaining the bulk redox potential, the next step is to explore the intrinsic barrier of the 463 
surface decomposition. It is widely accepted that the Li2O2 decomposition includes both the 464 
electrochemical step (the desorption of Li+) and the chemical step (the desorption of O2), respectively. 465 
The reaction energy of the jth (j ranges from 1 to 7) electrochemical step (𝛥𝐸𝑒𝑗) is defined as 466 𝛥𝐸𝑒𝑗 = 𝐸𝑗 + 𝐸(Li) − 𝐸𝑗−1 − 𝑒𝑈                       (S9) 467 
where 𝐸𝑗   and 𝐸𝑗−1  are the energies of the Li2O2 slab after and before the desorption of Li, 468 
respectively, 𝐸(Li) is the energy of bulk Li, and U is the predicted theoretical electrochemical potential. 469 
The chemical step for the jth step is defined as: 470 
𝛥𝐸𝑐𝑗 = 𝐸𝐶𝑗(𝑗+2) + 𝐸(O2) − 𝐸𝐶𝑗(𝑗+1)                     (S10) 471 
where 𝐸𝐶𝑗(𝑗+2) and 𝐸𝐶𝑗(𝑗+1)are the energies of the Li2O2 slab after and before the desorption of O2, 472 
respectively. To cancel systematic errors, the reference 𝐸(O2) is the energy of the directly calculated 473 
energy of O2 in the gas phase without correction. Note that the O2 which is about to desorb is in an 474 
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isolated state and physically adsorbed at the surface as confirmed by the differential charge density 475 
(Supplementary Fig. 10). It can be seen that there is almost no charge density between the O2 and the 476 
matrix, suggesting that the O2 in the surface described by DFT is similar to the directly calculated state 477 
in DFT within a supercell, which we chose a sufficiently large cubic cell (20×20×20 Å3) to mimick the 478 
process taking place at an extended surface. 479 
Correspondingly, the overpotential (𝜂) is defined as 480 
𝜂 = max {𝛥𝐸𝑒𝑗/𝑒}                           (S11) 481 
It is worth mentioning that the conventional reaction profiles are confined to a single or two Li2O2 482 
formula(s)15-17, thus including only three steps (Li↑-O2↑-Li↑ or Li↑-Li↑-O2↑, where the up-arrow denotes 483 
the desorption) or a repeat of these three steps to maintain the ratio of desorbed Li atoms to O2 484 
molecules at 2:1. In such a path, the reaction energy of the chemical step is up to 1.8 eV,39 which is 485 
impossible to overcome by the energy oscillation, implying a non-spontaneous process. In other words, 486 
the conventional reaction profiles are non-spontaneous. 487 
Herein, based on the consideration that the exploration of the path should not be limited to the 488 
stoichiometric formulas, i.e., the ratio of desorbed Li atoms to O2 molecules can exceed 2:1, we 489 
demonstrate that the rate-determining step (rds) is the electrochemical desorption of Li rather than the 490 
chemical desorption of O2. Figure 3 shows an irregular but more feasible path followed during the 491 
decomposition process at the conversion reaction cathode, where the decomposition occurs from the 492 
electrochemical step until the surface becomes amorphous and the chemical step is no longer the rds. 493 
Figure 3f shows the dependence of the chemical reaction energy (∆𝐸𝑐𝑗) for the desorption of O2 after 494 
removal of j Li. It is seen that ∆𝐸𝑐𝑗  drops from 1.82 to 0.20 eV as the number of the electrochemical Li 495 
extractions increased from 2 to 7. This barrier of 0.2 eV is sufficiently small to be easily overcome by 496 
thermal oscillations. Also, compared with the electrochemical step (0.63 eV), the chemical step (0.20 497 
eV) is no longer the rds. These results in turn demonstrate that the required driving force during 498 
charging is dictated by the electrochemical potential barrier. 499 
 500 
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